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ABSTRACT 
Nanoscale crystals containing manganese and iron as potential foliar fertilizers have been further investigated with the experience 
accumulated from previous research on potential zinc foliar fertilizer. Compared to Zn(II), Mn(II) and Fe(II) are easily oxidisable in 
ambient environment, adding stricter criteria to compound selection to prevent oxidation. Adoption of phosphate buffer saline system and 
chelate have been proposed as the solution and extensively assessed in this paper. After quick co-precipitation, as-prepared crystals were 
characterised via XRD, FTIR, SEM, TEM, elemental analysis, and AAS to confirm the compositions and two-dimensional nanoscale 
morphology and assess the nutrient ion release and aqueous stability. In particular, the available Mn concentration in manganese 
ammonium phosphate and manganese oxalate suspensions was ~10 and ~110 mg/L, respectively. In comparison, ferrous ammonium 
phosphate and ferrous oxalate suspensions contained ~10 and ~30 mg/L of iron ions, respectively. Therefore, these suspensions can all be 
used as long-term foliar fertilizers for the correction of Mn and Fe deficiency in plants. 
Keywords: foliar fertilizers, manganese, iron, ammonium phosphate, oxalate, nanocrystals, aqueous solubility, aqueous stability. 
 
1. INTRODUCTION 
 Previously we have reported controlled preparation of zinc 
hydroxide nitrate nanocrystals as potential control-releasing zinc 
foliar fertilizer, applying concepts and theories from 
nanotechnology [1]. Here we would like to adopt the accumulated 
experience to prepare potential manganese and iron control-
releasing foliar fertilizers. The desired properties also include 
nanoscale sheet-like morphology for good leaf adhesion, a suitable 
aqueous solubility for sustained release, and a long-term stability 
in ambient environment for a long shelf life. The last itemis more 
essential in these cases as the plant-preferred Mn(II) and iron(II) 
can be easily oxidised in ambient environment. 
 Manganese has been found to be involved in enzyme 
activation [2], water photolysis [3], lipid metabolism [4], protein 
synthesis [5], and cell division and extension [6]. Iron is vital to 
plants for the formation of chloroplasts [7] and ferritins [8, 9], 
enzyme activation, and protein metabolism [10], and is one of the 
most essential micronutrients required for the physiological 
activities of human beings and animals. 
 Mn-deficient soils distribute widely around the world [11], 
which is becoming increasingly severe [12] as the bioavailability 
of the manganese content in soil has not been improved with the 
supplement of common nutrients [13]. In contrast, iron is the 
second most abundant metal element on earth. Hence, iron 
deficiency due to low level of total iron in soils is rare, that in 
acidic sandy soils in Florida being the most reported example [14]. 
Loss of bioavailability of iron in soils is the main reason of iron 
deficiency [15]. 
 “The preceding paper summarises the present state of 
ignorance rather than knowledge on the subject of manganese 
fertilizers” [16]. Manganese sulphate [17-20], which was 
commonly applied in soil applications, has been included in recent 
achievement of foliar fertilizers as foliar application of plant 
essential nutrients, particularly micronutrients, is the most 
effective way to correct nutritional disorder when abiotic 
constraints inhibit effective nutrient uptake and transport in plants 
[21]. However, soluble foliar fertilizers are liable to lead to high 
phytotoxicity when applied at high concentrations, while repeat 
applications at low concentrations increase the labour cost. To 
overcome these disadvantages, development of control-releasing 
foliar fertilizers is necessary. Recently, only some macronutrient 
control-releasing fertilizers have been reported but applied in soil 
[22], whereas the micronutrient foliar fertilizers with control-
releasing property have been rarely reported. 
 The major obstacle in the further development of iron 
fertilizers is the maintenance of the bioavailability of the plant-
preferred metastable Fe(II) form. Unlike other micronutrients, only 
ferrous sulphate has been widely applied as the foliar fertilizer, 
whereas insoluble iron compounds are yet to become popular in 
the foliar form. The demand for iron is too high for iron oxides to 
provide sufficient supply on the leaf surface with a limited area. 
Hence, development of long-term iron foliar fertilizers with an 
efficient iron supply could be commercially desirable. 
 Plant demand [23-25] and toxic tolerance [26,27] of 
manganese varies with the plant species. Therefore, the potential 
compounds as control-releasing foliar fertilizers are expected to 
have multiple options. Manganese ammonium phosphate (MAP) 
has been reported as a control-release soil fertilizer [28]. Thus it is 
worth trying to control the size and morphology, and turn it to a 
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foliar one. Manganese oxalate (MOX) has also been selected as 
this compound has a relatively higher aqueous solubility, which 
could be suitable for plants with high Mn tolerance and is reported 
to exist as the chemical form of Mn in plant leaves [29]. Screening 
of the iron compounds could refer to the experience from 
manganese compounds. Ferrous ammonium phosphate [28] (FAP) 
and ferrous oxalate [30] (FOX) are expected to afford sufficient 
iron concentration in suspensions, similar to selected manganese 
compounds. 
 
2. EXPERIMENTAL SECTION 
2.1. Sample preparation 
 Preparation of manganese ammonium phosphate (MAP) or 
ferrous ammnoum phosphate (FAP) was conducted via 
precipitation by mixing a solution (50 mL, 0.2M) of manganese 
sulphate (agricultural grade, Agrichem Co., Ltd, Australia) or 
ferrous sulphate (FeSO4•7H2O, ACS reagent, ≥99.0%) with a 
solution (50 mL, 0.4M) of ammonium phosphate dibasic (ACS 
reagent, ≥98%, Sigma-Aldrich Co., USA) at 80 °C under vigorous 
stirring and aged for 1 h. The white or grey green precipitate was 
collected by filtration, extensively washed with deionised water, 
and dried at 50 °C for 24h.Solutions of 20 mmol potassium 
hydroxide (50 mL, reagent grade, 90%, flakes, Sigma-Aldrich Co., 
USA) and 10 mmol oxalic acid (50 mL, >99%, Sigma-Aldrich 
Co., USA) were pre-mixed to obtain a solution of potassium 
oxalate (100 mL, 0.1M). Afterwards, manganese sulphate or 
ferrous sulphate solution (50 mL 0.2M) was added into freshly 
prepared potassium oxalate solution at 20 or 80 °C under vigorous 
overhead stirring, and aged for 1 h. The white or yellow precipitate 
was collected by filtration, extensively washed by deionised water, 
and dried at 50 °C for 24h.  
2.2. Influence of pH and additives 
 Citric acid is a common additive in fertilizer preparation but 
may influence the pH. Unlike Zn2+ ion, Mn2+ ion can be readily 
oxidised at high pH and thus lose bioavailability for plant uptake. 
Though the phosphate solution is a typical buffer system, further 
investigation on the influence of the additive is necessary. Citric 
acid and sulphuric acid as additives were added into trisodium 
phosphate to adjust the pH to approximately 7.2, 8.2, 9.2, 10.2, and 
11.2. Manganese sulphate solution was then added into the mixed 
solution with the initial Mn/P molar ratio of 0.5 at 80 °C under 
vigorous overhead stirring and aged for 1 h. The pH values after 
reaction were recorded. The precipitates with white or grey colour 
were collected by filtration, extensively washed by deionised 
water, and dried at 50 °C for 24h. 
2.3. Aqueous stability and ion release 
 Approximately 0.5 g of dried solid was added to 50 mL of 
an aqueous solution with pH of 5.0, 7.0, or 9.0 (adjusted with 
diluted HNO3 or NaOH solution), and stirred for 0.5, 1, 3, and 6 h 
at room temperature. At each time point, the pH value was 
monitored, and the residual precipitate was collected, washed 
extensively with deionised water, and dried at 50 °C for 1 day. The 
samples were stored for 1 month and characterised again by XRD. 
The aqueous ion release from the precipitate was also examined at 
room temperature. After grinding, 0.5 g of the dried sample was 
added to 50 mL of deionised water and shaken for 1 day. The 
supernatant was collected by filtering with a 0.22 µm filter 
membrane and subjecting to high-speed centrifugation at 20,000 
rpm. Finally, the Mn2+ or Fe2+ concentration in the supernatant was 
determined by atomic absorption spectroscopy after adjusting pH 
to 2 to 3 using diluted HNO3. 
2.4. Characterisation 
 Powder X-ray diffraction (XRD) patterns were collected 
using a D8 Advance diffractometer (Bruker AXS Inc., USA) 
equipped with a copper target, scintillation detector and graphite 
monochromator with Cu Kα (λ = 1.54 Å) radiation. The 2θ angle 
was scanned at a rate of 1°/min from 5°C to 70°C. The Fourier 
Transform Infrared (FTIR) spectra were collected in the range of 
4000-400 cm-1 via FTIR - Attenuated Total Reflectance (ATR) 
technique in a Nicolet 6700 FTIR spectrometer (Thermo Electron 
Corp., USA) at a resolution of 2 cm-1 for 32 scans. SEM images 
were recorded in a JEOL JSM-6300 (JEOL Ltd., Tokyo, Japan) to 
investigate the morphology and the particle size of the samples. 
The samples were coated by platinum before imaging. JEOL 1010 
TEM (JEOL, Tokyo, Japan) was also used for imaging manganese 
oxalate prepared at 80 °C. An AAnalyst 400 (Perkin Elmer, USA) 
was employed to determine the cation content released in various 
solutions. The pH value was monitored by FiveGo pH meter 
(Mettler-Toledo AG, Switzerland). 
 
3. RESULTS AND DISCUSSION 
3.1. Phase composition 
 The XRD patterns of manganese samples are illustrated in 
Figure 1. The top two patterns are identified as manganese 
ammonium phosphate monohydrate (Mn(NH4)PO4•H2O, JCPDS 
card 50-0554, MAP) [31]. The characteristic peaks at 10.1°, 20.3°, 
20.8°, 30.5°, 31.5°, 35.7°, 39.1°, 44.1°, 48.0°, 52.0°, and 54.5° 
correspond to (0 1 0), (0 2 0), (0 1 1), (0 3 0), (1 2 1), (0 3 1), (1 3 
1), (1 4 0), (1 4 1), (0 5 0), and (1 5 0) diffractions. The calculated 
lattice parameters are a = 5.70 Å, b = 8.63 Å, and c = 4.89 Å, 
respectively, in good agreement with the reported values[31]. In 
the lower two patterns, the characteristic peaks at 18.0°, 18.2°, 
18.6°, 22.4°, 23.9°, 29.4°, 31.2°, 33.2°, 39.6°, 47.4°, and 49.3° 
correspond to (-1 1 1), (-2 0 2), (2 0 0), (0 0 2), (1 1 1), (-4 0 2), (0 
2 0), (1 1 2), (0 2 2), (0 2 3), and (-1 3 1) planes of crystal α-
MnC2O4•2H2O (JCPDS card 25-0544, MOX) [32]. 
 Figure 2 shows the FTIR spectra of the manganese samples, 
indicating similar structural information. The top two spectra 
correspond well with the reported FTIR spectrum of 
Mn(NH4)PO4•H2O [31]. Apart from the characteristic peaks 
attributed to P-O and Mn-O, some peaks for N-H vibrations are 
also noted. For example, the broad band between 3500 and 2700 
cm-1 is an overlapped one, and assigned to O-H and N-H stretching 
vibrations. The peak around 1480 cm-1 is attributed to the N-H 
bending vibration, suggesting the existence of ammonium ions. 
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Peaks at lower vibrational frequencies (<1200 cm-1) indicate the 
vibrations due to the P-O and Mn-O bonds. 
 
Figure 1. XRD patterns of MAP and MOX. 
 The lower two FTIR spectra in Figure 2 suggest that the 
samples are α-MnC2O4•2H2O [33]. The strong and broad band at 
3340 cm-1 indicates the O-H bonds in the water molecule. The 
peak due to δ(H2O) bending apparently is overlapped by the sharp 
peak at 1625 cm-1, which, together with those at 1360 and 1315 
cm-1, is attributed to C-O bonds. The intensive peak around 820 
cm-1characterisesδ(O-C-O) + v(C-C) vibrations. The peak at 730 
cm-1 is assigned to the ρ(H2O) vibration, while the peak at 605 cm-
1 illustrates the combined effect of ρ(H2O) and δring. In addition, 
the peak at around 490 cm-1 represents the vibration of Mn-O 
bonds [34]. 
 The XRD patterns of the ferrous samples prepared at 20 
and 80 °C are shown in Figure 3. The top two patterns show 
characteristic peaks of ferrous ammonium phosphate (FAP, 
Fe(NH4)(PO4)•H2O, JCPDS card 45-0424). The peaks at 12.0°, 
21.8°, 23.7°, 24.6°, 31.8°, and 37.2° correspond to (0 1 0), (1 1 0), 
(0 2 0), (0 1 1), (1 1 1), and (1 2 1) diffractions of FAP crystals. In 
addition, peaks observed at ~13.0°, 14.8°, and 17.5° are identified 
as synthetic maghemite (JCPDS card 25-1402), i.e. Fe2O3, 
corresponding to the diffractions of (1 0 1), (1 0 2), and (1 0 3) 
planes. The sample prepared at 80 °C seemed to yield better 
crystals of Fe(NH4)(PO4)•H2O. It is noted that the (0 1 0) peak in 
the FAP pattern at 80 °C has a much higher relative intensity, 
indicating the preference of crystal growth along with the b axis at 
higher temperatures. 
 
Figure 2. FTIR spectra of MAP and MOX. 
 
 The lower two patterns are identified as ferrous oxalate 
dihydrate (FeC2O4•2H2O, synthetic humboldtine, JCPDS card 23-
0293, FOX), with the characteristic peaks and the corresponding 
hkl indices shown in Figure 3. Intensity variation of some peaks 
was observed, indicating the preference of crystal growth at 
different ageing temperatures. Careful examination on the XRD 
peaks indicates that the intensity of peaks of (h k 2), including (0 0 
2), (-1 1 2), (2 0 2), (-3 1 2), (-2 2 2), (4 0 2), significantly 
decreased when the temperature was increased from room 
temperature to 80 °C, revealing the favoured crystal growth along 
the a and b axes at a higher temperature. 
 Figure 4 shows the FTIR spectra of FAP and FOX samples. 
The top two spectra correspond well with the reported IR spectrum 
of FAP [35]. The broad band between 3500 and 2500 cm-1 
includes the peak at 3400 cm-1 (the O-H stretching vibration of 
crystal water), the band around 3200 cm-1 (the stretching vibration 
of H-bonded O-H bond), and the band at 3030 cm-1 (the stretching 
vibration of N-H in ammonium group). The small peak at 1640 
cm-1 is related to the crystal water. The bending vibration of 
ammonium groups is also observed by the peak at 1430 cm-1. The 
peaks between 1150 and 960 cm-1characterise the symmetric and 
asymmetric stretching vibration of P-O bonds in the [PO4]3- group. 
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The Fe-O vibration is probably represented by the peaks at 620 
and 540 cm-1. 
 
Figure 3. XRD patterns of FAP and FOX. 
 The lower two spectra confirm that the prepared samples 
are ferrous oxalate dihydrate. The strong and broad band at 3320 
cm-1 indicates the O-H bonds in the water molecule. The peaks at 
1620, 1360, 1315, and 820 cm-1 are respectively attributed to C-O 
asymmetric stretching, C-O symmetric stretching, O-C-O 
stretching, and O-C-O bending of oxalate groups [36]. 
 
Figure 4. FTIR spectra of FAP and FOX. 
  
 The peak at 720 cm-1 is assigned to the ρ(H2O) vibration, 
while the peak at 590 cm-1 illustrates the combined effect of 
ρ(H2O) and δring.  In addition, the peak at 490 cm-1 represents the 
vibration of Fe-O bonds [34]. 
  
Table 1.Results of elemental analysis of MAP and FAP. Data represent mean of five independent measures ± standard deviation. 
Compounds N wt. % Mn or Fe wt. % 
MAP (Mn(NH4)(PO4)·H2O) 7.53 29.54 
MAP 20 °C (Expt) 7.43 ± 0.17 29.83 ± 1.12 
MAP 80 °C (Expt) 7.39 ± 0.26 30.01 ± 1.74 
FAP (Fe(NH4)(PO4)·H2O) 7.49 29.95 
FAP 20 °C  (Expt) 7.06 ± 0.26 31.17 ± 1.59 
FAP 80 °C (Expt) 6.15 ± 0.24 35.45 ± 1.93 
 
Table 2.Results of elemental analysis of MOXand FOX. Data represent mean of five independent measures ± standard deviation. 
Compounds C wt. % Mn or Fe wt. % 
MOX (α-MnC2O4·2H2O) 13.42 30.69 
MOX 20 °C (Expt) 13.34 ± 0.26 31.14 ± 1.97 
MOX 80 °C (Expt) 13.29 ± 0.20 31.15 ± 2.36 
FOX (α-FeC2O4·2H2O) 13.33 31.11 
FOX 20 °C  (Expt) 13.29 ± 0.44 31.92 ± 2.01 
FOX 80 °C (Expt) 13.25 ± 0.72 32.08 ± 1.64 
 
 Tables 1 and 2 summarise the wt. % of all samples, 
measured via CHNS analysis and AAS. The experimental and 
estimated data of MAP, MOX, and FOX have little differences, 
suggesting pure phases in these precipitates. Exceptionally, FAP 
samples have observable lower N contents and higher Fe contents 
than the theoretical values, in particular for the sample prepared at 
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80 °C, indicating the existence of ferric oxide impurity, which is in 
accordance of the results suggested by the XRD pattern (Figure 3). 
3.2. Morphology 
 The SEM images of the MAP samples are shown in Figure 
5a and 5b. MAP particles prepared at 80 °C are sheet-like, with the 
lateral dimension of 1-4 µm and the thickness of 200-500 nm. 
MAP prepared at room temperature forms bundles of microscale 
pole-like particles. The shortest dimension is close to 0.5-1 µm. 
 
Figure 5. Morphology of MAP prepared at (a) 20 and (b) 
80 °C (scale bar = 1 µm) and MOX prepared at (c) 20 
(SEM) and (d) 80 °C (TEM) (scale bar = 200 nm)  
 
 MOX prepared at 20 °C (Figure 5c) includes microscale 
particles with a length of 5-10 µm, width of 2-3 µm and thickness 
of 1 µm. By contrast, MOX prepared at 80 °C (Figure 5d) is too 
thin to be well characterised by SEM. Thus, TEM image was 
recorded, which illustrates that the sheet-like particles are 
approximately 1.5 µm long, 0.5 µm wide and 0.1-0.2 µm thick. 
  
 
Figure 6. SEM images of FAP prepared at (a) 20 and (b) 
80 °C and of FOX prepared at (c) 20 and (d) 80 °C (scale 
bar = 1 µm) 
 
 The morphology of the iron samples are illustrated in 
Figure 6.Octahedral particles have been observed in Figures 6a 
and 6b among the large sheet-like particles, confirming the 
information identified in phase identification, i.e. the samples are a 
mixture of ferrous ammonium phosphate (sheet-like) and ferric 
oxide (octahedral). Sheet-like ferrous ammonium phosphate 
prepared at 80°C seems to have a larger lateral size (~10 µm) than 
the sample prepared at 20 °C (2-6 µm), whereas the variation of 
the thickness is little. The preference of the crystal growth along 
the lateral direction can therefore be illustrated by the comparison 
of the SEM images as well as the intensities of the (0 1 0) peaks in 
the XRD patterns. 
 Figures 6c and 6d show the SEM images of FOX prepared 
at 20 and 80 °C. The sample prepared at 20 °C has larger 
aggregates with size over 10 µm, while the sample prepared at 80 
°C has various morphologies, from smaller sheet-like to thicker 
hexagons, with a wide size distribution ranging from 1 to 8 µm. 
3.3 Influence of preparation parameters 
3.3.1 Influence of temperature 
 The crystal phases of MAP and MOX prepared at room 
temperature remained the same as those prepared at 80 °C (Figure 
5), but show different morphologies. Both samples prepared at 
lower temperatures have much larger particles than those prepared 
at 80 °C. MAP kept its sheet-like morphology, however, 
significantly aggregated at a lower temperature. Regarding MOX, 
high temperatures seem to favour nucleation over crystal growth, 
producing smaller particles. The temperature effect could be well 
explained by the mechanism proposed by La Meret al. for the 
formation of colloids or nanocrystals [37]. They suggested that a 
large number of nuclei form in a short period of time when the 
concentration of the colloids is beyond the saturation 
concentration. A higher temperature boosts the nucleation, 
reducing the concentration of the crystal precursor for following 
growth and subsequently leading to smaller crystals. 
 As for iron compounds, the reaction temperature seems to 
have some impact on the purity of FAP as well as on the particle 
size (Figure 6). This could be attributed to the oxidation, which 
would occur faster at a higher temperature and result in some 
impurity (Table 1). Although Fe2O3 was observed in FAP samples 
prepared at 20 and 80 °C (Figure 3), the composition analysis 
indicated there was more Fe2O3 in the sample prepared at 80 °C.  
More obviously, FOX sample prepared at 80 °C shows a much 
regular shape but varied morphology, while preparation at 20 °C 
gives severe aggregates (Figure 6).   
3.3.2 Influence of additives 
 Table 3 shows the pH values after the reaction between 
manganese sulphate and sodium phosphate with the initial pH 
modified to approximately 7.2, 8.2, 9.2, 10.2, and 11.2 with 
sulphuric or citric acid. The table lists the initial pH and the final 
pH in two cases. Very interestingly, the precipitate was either 
white or grey (shaded ones). The grey precipitate means that 
oxidation occurred, as only black Mn3O4 was obtained when 
sodium phosphate with the pH of ~12.2 was mixed with MnSO4 
solution (data not shown). The grey precipitates were apparently 
the mixture of white hureaulite (data not shown) and black Mn3O4. 
Based on the final pH and the precipitate colour, it seems 
that when the final pH is < 7.3-7.5, oxidation does not occur.  
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When the final pH is > 7.5, e.g. the solution is slightly basic, 
oxidation takes place:  
6Mn2+ + 12OH- + O2 = 2Mn3O4↓ + 6H2O   (1) 
It is noted that all final pH values of the citric-modified series are 
higher than those of the sulphuric-modified ones except for the one 
under a highly basic condition (initial pH = 11.2). 
 
Table 3.pH variation in reactions from sulphuric- and citric-modified sodium phosphate. 
Initial pH 7.20 8.20 9.20 10.20 11.20 
Final pH with H2SO4 as 
additive 
6.23 6.80 6.95 7.27 9.22 
Final pH with citric acid 
as additive 
7.15 7.57 7.68 7.82 9.19 
 
The higher final pH could be due to the particular chelation 
of citrate with Mn2+ ions. Citrate here acts as a tridentate chelate 
involving the central hydroxyl and carboxyl groups. These groups 
lie in a plane perpendicular to that of the C(2)-C(3)-C(4) 
backbone. Such a plane conformation is stabilised by the 
intramolecular hydrogen bonding between the H atom in hydroxyl 
group and one O atom in the central carboxyl group [38]. As logK3 
of citric acid is -6.40 [39], the citrate form in all modified solutions 
should be [C6H5O7]3- only. Formation of manganese citrate 
complex therefore releases OH- groups: 
Mn2+ + [C6H5O7]3- + H2O ↔Mn(HC6H5O7) + OH-  (2) 
 The stability constants logβ1 of Mn(HC6H5O7) is 3.67 
[39].Hence, the chelation leads to a higher final pH, boosting 
reaction (1).In the exceptional case that the initial pH was 11.2, the 
final pH value of the citric-modified reaction is similar to that of 
the sulphuric-modified one because in both suspensions Mn2+ was 
oxidised. 
3.4 Aqueous stability 
 Figure 7 demonstrates the pH variation along the time when 
samples prepared at 80 °C were added into solutions with the 
initial pH at 5.0, 7.0, and 9.0. The pH values of the suspensions 
became steady after 3 h in these cases. Both MAP and FAP 
suspensions showed a certain buffer capacity, giving weakly basic 
solutions, whereas MOX showed much less buffering ability, with 
the final pH depending on the initial pH. 
 In the MAP and FAP suspensions, MAP and FAP is 
partially dissolved, as follows: 
M(NH4)(PO4) ↔ M2+ +  NH4+ + PO43-   (3) 
 The resultant three ions can all be further hydrolysed, 
determining the final suspension pH.  The hydrolysis of PO43- 
results in more OH-:  
PO43- + H2O ↔ HPO42- + OH-    (4) 
HPO42- + H2O ↔ H2PO4- + OH-    (5) 
 It is well known that HPO42- and H2PO4- form a buffer 
system: phosphate buffer saline. To the contrary, the hydrolysis of 
M2+ and NH4+ generates some H+,  
NH4+ + H2O ↔ NH3•H2O + H+    (6) 
Mn2+/Fe2+ + H2O ↔ [Mn/Fe(OH)]+ + H+   (7) 
Mn2+/Fe2+ + 2H2O ↔ [Mn/Fe(OH)2] + 2H+  (8) 
Mn2+/Fe2+ + 3H2O ↔ [Mn/Fe(OH)3]- + 3H+  (9) 
 These reactions will reach an overall equilibrium and 
determine the dissolution of MAP/FAP and the final pH. In these 
reactions, hydrolysis of PO43- is predominant (pKa3 = 12.3), 
resulting in a basic suspension. In addition, since the complex 
formation constants (logβn) of [Fe(OH)]+ (5.56) and [Fe(OH)3]- 
(9.67) is larger than those of [Mn(OH)]+ (3.9) and [Mn(OH)3]- 
(8.3), the hydrolysis of Fe2+ is more than that of Mn2+, which 
generates more H+ and thus leads to a relatively lower final pH 
(7.9 vs 8.5-8.7 in Figure 7).     
 On the other hand, the hydrolysis of Fe2+ seems (Eqs. 7-9) 
to be predominant in the process of FOX dissolution and the 
subsequent overall equilibrium, although C2O42- is also 
hydrolysed:   
C2O42- + H2O ↔ [HC2O4]- + OH-   (10) 
 Since C2O42- is a much weaker base than PO43-, its 
hydrolysis is very much limited, so the pH is mainly determined 
by the hydrolysis of Fe2+, to be about 5.7 (Figure 7). In 
comparison, Mn2+ is hydrolysed to a smaller extend, thus the final 
pH of MOX suspension is varied depending on the initial pH. 
 Therefore, we propose that the vulnerable chemical stability 
of Mn(II) and Fe(II) requires either a buffer system or an isolating 
field (chelate) to prevent oxidation. In this context, MAP, MOX, 
FAP and FOX prepared in this research were relatively stable, and 
thus suitable for the uptake by plant leaves as foliar fertilizers. In 
addition, the XRD patterns of allsamples stored for 1 month do not 
show any identical variation of crystal phase (data not shown), 
indicating that these samples are consistent in ambient 
environment and have good shelf lives. 
3.5 Ion release 
 In addition to the crystal size and morphology, another 
important property is the ion release capacity of the potential foliar 
fertilizer. The AAS data in Table 4 show MAP has a Mn2+ ion 
release (~10 mg/L) whereas MOX can afford approximately 110 
mg/L of Mn2+ ions, which is higher than that an on-sale fertilizer 
(provided by AgriChem Co. Ltd.) provides (~70 mg/L Mn ions) in 
suspension. The major component of the industrial fertilizer is 
manganese carbonate (logKsp = -9.3).  However, the acidic additive 
significantly boosts the Mn2+ release by consuming carbonate and 
influencing the dissolution equilibrium of manganese carbonate. 
As the critical deficiency concentration of manganese in 
leaf is 10-15 mg/kg dry weight [41], thus the [Mn2+] would be 4-6 
mg/L if all Mn2+ ions were in the aqueous solution (the average 
water content in leaf is ~70 wt. %), and subsequently,[Mn2+] in the 
fertilizer suspension should be more than 4-6 mg/L if the ion 
diffusion is the main pathway. On the other hand, the critical toxic 
concentration of manganese is various, depending on the plant 
species.The common toxic level of Mn2+ for crops is ~1,000 mg/kg 
dry weight [42], i.e. ~300 mg/L in the plant solution if we suppose 
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all Mn2+ ions are in the liquid phase. In this context, MAP and 
MOX can afford sufficient Mn2+ ions and would be suitable 
tocorrect slight and severe deficiency of Mn2+, respectively. 
 
 
 
Figure 7.pH variation of solutions with initial pH at 5.0, 7.0, and 9.0 after adding as-prepared samples 
Table 4. Ion release from samples prepared at 80 °C. Data represents mean of five independent measures ± standard deviation. 
 Compounds [M2+] (mg/L) logKsp[39] Phase composition 
Mn 
MAP 9.51 ± 0.57 -12.0 Mn(NH4)(PO4)·H2O 
MOX 110.56 ± 4.62 -5.3 α-MnC2O4·2H2O 
On-sale Mnfertilizer 68.51 ± 3.71 -9.3 MnCO3 + acidic additive 
Fe 
Synthetic FAP 8.69 ± 1.33 -10.8[40] Fe(NH4)(PO4)·H2O + 15~18% Fe2O3 
FOX 29.73 ± 2.56 -6.5 α-FeC2O4·2H2O 
On-sale Fe fertilizer 9.69 ± 2.03 -- FeO(OH) + acidic additive 
Note: values of Kspareofpure-phase MAP, FAP, MOX, FOX and MnCO3, respectively. 
 
As for iron products, the on-sale iron foliar fertilizer 
(Agrichem Co., Ltd.) could afford ~10 mg/L iron ions with the 
assistance of acidic additives. FAP releases approximately 9 mg/L 
iron ions in the aqueous phase, which is competitive to the 
commercial one while used in naked FAP suspension. However, 
the ions released from the on-sale fertilizer (FeO(OH) as major 
effective component) should be ferric ones, which is less preferred 
by plants than ferrous ions from FAP. FOX provides much more 
available iron ions (about 30 mg/L). The Fe2+ release from ferrous 
oxalate is much lower than Mn2+ release from manganese oxalate, 
which is attributed to the lower Ksp of ferrous oxalate. 
As the critical deficiency and toxic concentrations of iron in 
plant leaves are 30-50 and 400-1,000 mg/kg dry weight while the 
average water content in a leaf is ~70% [41], we suggest that the 
suitable Fe2+ concentration in the suspension of long-term foliar 
fertilizer is 20-150 mg/L. To this end, FOX seems a suitable 
candidate, while the commercial one and FAP would not 
efficiently correct the Fe deficiencywithout aid of dissolution. 
 
4. CONCLUSIONS 
 Ammonium phosphates and oxalates of Mn(II) and Fe(II) 
were successfully synthesised by co-precipitation under various 
conditions. Phase identification and microscopic analysis reveal 
these crystal phases and sheet-like nanoscale morphology of 
ammonium phosphates and manganese(II) oxalate while ferrous 
oxalate particles are much thicker. The influences of the 
preparation parameters including the ageing temperature and 
additives were investigated systematically. Their aqueous stability 
and solubility were investigated to evaluate the feasibility as 
potential long-term foliar fertilizers. All samples in suspensions 
had a stable pH after 3-h dispersion, and the solid phases 
wereconsistent. The Mn2+ion release suggests that MAP (~10 m/L) 
and MOX (~110 mg/L) can be potentially applied as long-term 
foliar fertilizer for slight and severe cases of Mn deficiency. 
Correspondingly, ferrous ammonium phosphate and ferrous 
oxalate can afford ~10 and ~30 mg/L Fe2+ in suspensions, 
respectively, having better performance than on-sale fertilizes, and 
thereforecould besuitable as potential iron foliar fertilizers. 
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